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support for this assignment, and the value of four 
for N is thus understood, for example, as the Ag + 

is more or less completely surrounded by solvent 
molecules and thus "solvent shielded" from the N O 3

-

ion. The 1036-cm - 1 line which is observed at higher 
concentrations is assigned to N O 3

- ions in a different 
force field, i.e., perturbed in some way by the cations. 
The increase in the intensity of 1036-cm - 1 line com­
pared to that of the 1041-cm - 1 line as the solute con­
centration is increased is understood as due to the 
direct interactions of the N O 3

- ions with cations. Pene­
tration of the primary solvation sphere, with the dis­
placement of a solvent molecule by the N O 3

- ion, 
leading to the formation of a contact ion pair (or 
inner-sphere complex), as suggested elsewhere,1,15 

would be the equivalent of second type of N O 3
- species 

in these solutions. The presence of two kinds of 
N O 3

- ions for solutions of concentrations above 3 
mol/1. is evident from the observation of the asym­
metric shape of the band at ~ 1 0 3 9 cm - 1 . 

The value a, the fraction of free N O 3
- ions in the 

solution, for concentrations less than ~ 0 . 5 mol/1., 
was calculated from the integrated intensity values 
of the 1036- and 1041-cm -1 bands, and the results 
are shown in Table II, together with the values of a 
calculated from the Wishaw-Stokes conductance equa­
tion16 and earlier conductance studies.17 The agree-

(16) B. F. Wishaw and R. H. Stokes, J. Amer. Chem. Soc, 76, 2065 
(1954). 

Most nmr studies are conducted on compounds dis­
solved in some solvent. It is well known that each 

solvent perturbs the chemical shift of a solute differently. 
Recently, Laszlo and coworkers2 have shown qualita­
tively that the proton shifts of internal standards (such 
as tetramethylsilane, cyclohexane, and other nonpolar 
molecules) are affected dramatically by different sol­
vents. However, quantitative examination of the data 
were not ventured by these authors since they them-

(1) Presented at Metro Chem 69, Regional Meeting of the New York 
and North Jersey Sections of the American Chemical Society, New 
York, N. Y. 

(2) P. Laszlo, A. Apeert, R. Ottinger, and J. Reisse, J. Chem. Phys., 
48, 1732 (1968). 

Table II. a, the Fraction of Free NO3- Ions in 
AgNO3-CH3CN Solutions 

Concen­
tration, M 0.03 0.05 0.1 0.2 0.25 0.50 

aRama„ 0.72 0.63 0.56 0.48 0.46 0.44 
OJconductance 0.64 0.59 0.51 0.44 0.43 0.42 

ment between the a values calculated from two different 
methods suggests that a study of the region of the 
most intense band of N O 3

- ion species, i.e., the 1050-
c m - 1 region, opens the way to spectroscopic investiga­
tions of ion-ion association in the dilute solution re­
gion, i.e., in a concentration range where spectro­
scopic and conductance approaches can be interfaced 
and in which the concepts of interionic attraction 
theory of electrolytes are still applicable. This has 
hitherto been denied, since the previously established 
criteria, i.e., the 750- and 1300-1500-cm -1 regions, 
are the regions of weaker activity so that measure­
ments at high dilutions are virtually impossible. 

Acknowledgments. This w o r k ' w a s made possible, 
in large part, by support received from the National 
Science Foundat ion and the U. S. Department of In­
terior, Office of Saline Water. Dr. Barry G. Oliver is 
thanked for the calculations of a from the electrical 
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(17) G. J. Janz, A. E. Marcinkowsky, and I. Ahmed, J. Ekctrochem. 
Soc, 112,104(1965). 

selves employed internal standards only. In order to 
study these systems in more detail we referenced the 
data of Laszlo2 to an external standard basis, utilizing 
spinning coaxial sample techniques described herein. 
Additional solvents and nonpolar solutes were added to 
the scheme in order to broaden the study. 

Experimental Section 
Proton spectra were recorded with a Varian A60-A spectrometer 

operating at a probe temperature of 39 ± 1°. The spectra were 
calibrated using a Hewlett-Packard Model 200AB wide range os­
cillator and a Hewlett-Packard Model 523DR frequency counter. 
All compounds were used as obtained from commercial sources. 
When possible, solvents were stored over molecular sieves. 
Samples were prepared by adding a trace of each solute to the sol-
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Table I. Chemical Shifts for TMS and CH1 as Solutes vs. External Hexamethyldisoloxane" 

Solvent 

CH3CN 
(CHs)2C=O 
CH3I 
CH2I2 
Cri2Br2 
CHBr3 

CH2CI2 
CHCl3 

CCl4 

CS, 
(CHa)2S=O 
CjHs 
CeHi2 

CsHio 

Ssolv™8'^ 

- 1 1 7 . 6 
- 1 2 5 . 0 
- 1 3 1 . 0 
- 2 3 5 . 8 
- 3 0 0 . 8 
- 4 1 1 . 0 
- 3 1 9 . 8 
- 4 3 6 . 1 

- 1 5 2 . 4 
- 4 2 9 . 7 
- 8 6 . 6 
- 9 0 . 8 

S8OlV H M D ' * ° 

- 1 1 9 . 3 
- 1 1 6 . 0 
- 1 3 6 . 8 
- 2 5 5 . 0 
- 3 0 7 . 3 
- 4 2 2 . 1 
- 3 1 8 . 6 
- 4 3 7 . 6 

- 1 5 8 . 5 
- 4 0 2 . 1 
- 8 4 . 1 
- 8 7 . 1 

5TMSHMD,* d 

-1.7,» - 1 . 8 * 
+9.0,» + 8.8" 
- 5 . 8 , » - 5 . 0 * 

-20.0 ,» —19.7* 
-6 .5 ,» - 7 . 0 * 

-11 .0 ,» - 1 0 . 6 * 
+ 1.2,» +1 .6* 
- 1 . 9 , * - 1 . 9 * 
-2.8,< - 3 . 1 * 

-11 .0 ,* - 1 0 . 9 * 
-6 .1 ,» - 4 . 5 * 

-27.6 ,» - 2 6 . 5 * 
+2.5,» +2 .6* 
+3.7,» +4 .0* 

5CHlTMS,i « 

- 1 2 . 1 
- 1 0 . 0 
- 1 2 . 9 
- 1 5 . 1 
- 1 3 . 8 
- 1 5 . 2 
- 1 2 . 1 
- 1 2 . 7 
- 1 3 . 8 
- 1 3 . 3 
- 1 9 . 9 
- 7 . 7 

- 1 1 . 1 
- 1 0 . 5 

gCH(HMD,x / 

- 1 3 . 9 
- 1 . 1 

- 1 8 . 3 
- 3 4 . 9 
- 2 0 . 6 
- 2 6 . 1 
- 1 0 . 7 
- 1 4 . 6 
- 1 6 . 8 
- 2 4 . 3 
- 2 5 . 2 
+ 19.3 

- 8 . 5 
- 6 . 8 

0 AU values in Hz at 60 MHz. Negative shifts indicate low-field shifts from the standard peaks. h Chemical shifts between solvent peaks 
and internal TMS. " Corrected shifts between external HMD and solvent peaks. * Corrected shifts between external HMD and internal 
TMS. ' Chemical shifts between dissolved methane and internal TMS. ' Corrected shifts between external HMD and dissolved methane. 
» Chemical shift value calculated from data in first two columns. * Chemical shifts calculated directly from coaxial tubes in which HMD 
was the standard and TMS was dissolved in the solvent. » Since no solvent peak is present, these values were calculated by using a differ­
ent reference material than HMD and then correcting for the shift difference between the two reference standards. 

vent, which also contained a trace amount of tetramethylsilane 
(TMS) as an internal reference standard. 

To correct the internal standard work to an external reference 
basis, the chemical shift between internal TMS and external hexa-
methyldisoloxane (HMD) was determined using a coaxial sample 
cell. Bulk susceptibilities, needed to correct the chemical shifts, 
were measured accurately at 39° by a spinning coaxial cell method. 

Bulk Susceptibility Corrections. When external standards are 
utilized, corrections must be made for the differences in bulk sus­
ceptibilities between the reference standard, Xv.ref, and the sample 
solution, xv.soin. For cylindrical samples 

Scor = S obsd ~ VA.v,soln Xv,ref) (1) 

Here 50or is the corrected chemical shift and 50b»d is the observed 
chemical shift. Bulk susceptibility corrections were obtained with 
the nmr spectrometer by utilizing spinning coaxial cells.3'4 The 
bulk susceptibilities were determined by two methods to check the 
accuracy of the technique. One method entailed the measuring 
of the splitting of the peak of the material in the annular region of a 
coaxial cell, when the reference was annular and the solution central 
and vice versa. One can show that 

Xv.soln Xv.ref — 
Q s

(» - p8<»]fcra 

(a2 + b2)irv0 
(2) 

Here PB
(1) is the spinning frequency when the reference is annular 

and the solution is central, vs
<2) is the spinning frequency when the 

sample is annular and the reference central, a and b are the inner 
and outer radii of the central tube, r is the mean radius of the annu­
lar region, k is the argument of the Bessel function relationship re­
lating relative heights of the peak of the annular region to its first 
side band,3 and va is the spectrometer frequency. The argument k 
equals 1.4347 under the conditions when the first spinning side band 
is made equal in intensity to the main band. 

The second method involved observing the spinning side bands 
of the reference in the annular region, with nitrogen gas, under 1 
atm of pressure, in the central cell, and again with the solution in 
the central cell. Under these conditions 

Xv ,center — XVlCenter XN2 
[": (D (3) ]/cr2 

(C72 + ^)TTJ-O 
(3) 

Here cs
( 3) is the splitting measured with the reference annular and 

nitrogen gas central. For both methods, the absolute sign of all 
c.w were determined by the field-gradient method developed by 
Malino wski and Pierpaoli.4 By these procedures we estimate that 

(3) R. F. Spanier, T. Vladimiroff, and E. R. Malinowski, J. Chem. 
Phys., 45,4355 (1966). 

(4) E. R. Malinowski and A. R. Pierpaoli, J. Magn. Resonance, 1, 509 
(1969). 

bulk susceptibilities can be measured within ±0.005 cgs unit or 
better. The accuracy of the corrected chemical shifts is approxi­
mately ± 1.5 Hz or better. 

Shift Measurements. The chemical shift between external HMD 
and internal TMS was obtained by two methods for comparison. 
The first method consisted of placing a trace amount of TMS 
in each solvent and then directly measuring its chemical shift rela­
tive to external HMD and applying the appropriate bulk suscepti­
bility corrections. The second method employed the measuring 
of the chemical shift between internal TMS and the solvent peak, 
and, in a separate experiment, measuring the chemical shift between 
external HMD and the same solvent peak. From these two quan­
tities, it was possible to obtain the chemical shifts between external 
HMD and internal TMS. Data for both methods are shown in 
Table I. AU data were then referenced to an external basis by 
applying the correction factors listed in Table I. 

Discussion 

In Figure 1 the chemical shifts of various nonpolar 
solutes are plotted against the shifts of methane in the 
same solvent, with external HMD as the reference 
standard. Data used in this figure are found in Table 
II. The plots are linear, provided that benzene and 

Table II. Chemical Shifts0 of Nonpolar Solutes Corrected 
to External HMD Standard 

Solvent 

CCl4 

CS, 
CDCl3 

CH2CI2 
Me2CO 
MeCN 
Me2SO 
CeHe 
CH2I2 

CH3I 
CH2Br2 

CHBr3 

CeHi 2 

C5H10 

Si(CHa)1 

b 

- 3 . 0 
- 1 1 . 0 

- 1 . 9 
+ 1 . 4 
+ 8 . 9 
- 1 . 8 
- 5 . 0 

+ 27.0 
- 1 9 . 8 
- 5 . 4 
- 6 . 7 

- 1 0 . 8 
+ 2 . 5 
+ 3 . 8 

Qm, 
C 

- 8 8 . 8 
- 9 6 . 1 
- 8 7 . 7 
- 8 4 . 8 
- 7 6 . 7 
- 8 7 . 9 
- 8 9 . 4 
- 5 7 . 3 
- 9 8 . 6 " 

90.7" 

>^xxc" 
C 

- 7 8 . 5 
- 8 5 . 2 
- 7 7 . 9 
- 7 5 . 2 
- 6 8 . 9 
- 7 8 . 9 
- 7 9 . 9 
- 4 7 . 8 

C 

- 6 1 . 8 
- 6 8 . 1 
- 6 0 . 5 
- 5 7 . 3 
- 5 0 . 3 
- 6 0 . 9 
- 6 2 . 6 
- 3 1 . 6 

' — j — CHj 

C 

- 5 8 . 6 
- 6 5 . 6 
- 5 7 . 1 
- 5 3 . 6 
- 4 6 . 6 
- 5 7 . 3 
- 5 9 . 4 
- 2 7 . 3 

CH4 

b 

- 1 6 . 8 
- 2 4 . 3 
- 1 4 . 6 
- 1 0 . 7 

- 1 . 1 
- 1 3 . 9 
- 2 5 . 2 
+ 19.3 
- 3 4 . 9 
- 1 8 . 3 
- 2 0 . 6 
- 2 6 . 1 

- 8 . 5 
- 6 . 8 

« In Hz, negative values indicate low-field shifts. b Measured in 
this laboratory. " Data of P. Laszlo, A. Speert, R. Ottinger, and 
J. Reisse, J. Chem. Phys., 48, 1732 (1968), corrected to external 
HMD standard. 
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carbon disulfide solvents are excluded from considera­
tion. Reasons for this exclusion will be discussed later. 
Slopes and intercepts, calculated by a method of least 
squares, are given in Table III. Interestingly, the gas-

Table III. Least-Squares Slopes and Intercepts for 
Nonpolar Solutes0 

y axis Slope Intercept 

Methane 

Methane 

CH3 

CH2 

0.75 

0.56 

- 4 9 . 5 

- 6 9 . 4 

Methane 

Methane 

Methane 

O 
TMS 

-J-CH3 

0.56 

0.86 

0.83 

-79 .4 

10.9 

-44 .8 

° Least-squares slopes calculated using the data for the halo-
genated solvents only. 

phase shifts (TMS vs. methane and cyclohexane vs. 
methane) fall on these lines. 

To understand the nature of these curves we refer to 
the work of Buckingham, Schaefer, and Schneider,6 who 
postulate that the screening constant of a solute mole­
cule i in a solvent a is a linear sum of terms 

<r(i,a) = ffg(i) + <rb(a) + 

tTa(a) + crw(U) + trE(U) (4) 

In this equation crg(i) is the screening constant of solute 
i in the gas phase, <rb(a) is the bulk susceptibility effect 
of solvent a, <ra(a) is the anisotropy of the solvent, 
crw(i,a) is due to van der Waals dispersion interaction 
between solute i and solvent a, and crE(U) is the re­
action field interaction between solute and solvent. 

If an external standard is used and corrections are 
made for bulk susceptibility then the chemical shift is 
given by the expression 

5corref(i,ce) = V e f(0 + ' . ( « ) + *w(i,a) + T E ( U ) (5) 

where Sg
ref(i) = <x(i) — <Tg(ref), i.e., the gas-phase shift 

of solute i relative to some reference standard. 
For a nonpolar solute, which possess no net dipole 

moment, the reaction field term o-E(U) is usually small 
and will be set equal to zero. Therefore the data 
plotted in Figure 1, the shifts of nonpolar solutes, 
referenced relative to external HMD and corrected for 
bulk susceptibility, can be expressed as 

5cor
HMD-*(U) = 5g

HMD(i) + <ra(a) + <rw(U) (6) 

The fact that the gas-phase shifts fall on the line is 
predicted by eq 6. Since both cr^a) and o-w(U) are 
small for gases at low pressures, then 5cor

HMD 'x(U) = 
°gHMD(0' These graphs then provide us with a simple 
means of predicting gas-phase shifts from solution 
measurements. From Figure 1 we predict that the gas-
phase shift relative to external HMD for neopentane is 
-40 .5 Hz; for the methyl group of 1,1,3,3-tetramethyl-
cyclobutane, — 44 Hz; for the methylene group of 1,1,3,3-

(5) A. D. Buckingham, T. Schaefer, and W. G. Schneider, J. Chem. 
Phys., 32, 1227 (1960). 

A TMS - o 
B + C H S " 7 

+ 3Oj C XKCH3 - <} 

CTQ (BENZENE) 

HMO1X 

8CORR (CH4JSl 

Figure 1. Chemical shift of nonpolar solutes vs. the chemical shift 
of methane in the same solvent. 

tetramethylcyclobutane, —44 Hz; and for the methyl­
ene group of 1,1,3,3-tetramethylcyclobutane, —65.4 Hz. 

To understand the nature of the slope we proceed as 
follows. For two solutes i and j dissolved in solvents 
a and 0, we define the following quantities. 

A(U) = Scor
HMD'x(i,«) - <ra(a) = 

5 g HMD ( i ) + 0j^a) 

A(j,«) = 8cor
HMD*CU) - cra(a) = 

5g
HMD(j) + <rw(j,a) 

(7) 
A(i,/3) = 8cor

HMD.*(i,/3) - .7.(18) = 

S g
H M D( i ) + <rw(i,0) 

A(j,« = 5cor
HMD'x(j,/3) - er.(|8) = 

o g
H M D ( j ) + T W ( J , 0 ) 

Upon examining these equations we contend that the 
slope m of each line shown in Figure 1 is given as 

_ A(j,/3) - A(j,«) 
A(i,/3) - A(i,a) (8) 

For solvents with zero anisotropy, A(U) = 
Scor111*15'^."). Consequently 

m = 8cor
HMD'*(j,ff) - 5corH M D ' tU) (Q, 

ocor
HMD'*(i,/3) - S w

H M D 1 i ,« ) W 

For this reason lines were drawn only through those 
points for which the solvent anisotropy is negligibly 
small (i.e., only the halogenated solvents). 
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Data points for solutes in benzene and carbon disul­
fide are also shown in Figure 1. Notice that these 
points do not lie on the lines determined by the other sol­
vents. This is dramatically illustrated in line E. In 
comparison to the other solvents the points for benzene 
lie to the opposite side of the gas-phase points. The 
gas-phase shift should be a limiting value since it rep­
resents the absence of solvent. These deviations 
can be understood by recognizing that both benzene 
and carbon disulfide have large solvent anisotropics. 
According to eq 7 the anisotropy contribution should be 
subtracted from the corrected shifts. (In reality, 
A(i,a) OS. A(CH4,a:) should be plotted instead of 

HMD,x/; (i,a) vs. 5C 
H M D x (CH4,a) in order to yield 

a straight line.) For most solvents studied here, 
the anisotropy is negligibly small. Since the anisot­
ropy effect for a solvent is independent of the solute, 
the same quantity must be subtracted from each co­
ordinate axis. Subtracting approximately 21 Hz from 
each axis brings the benzene points onto the correct 
side of the gas-phase points and places these points 
closer to the lines (see solid black points). From the 
graph we estimate thus that the anisotropic shift for 
benzene is +21 ± 3 Hz and for carbon disulfide is 
— 9 ± 3 Hz. These values can be compared with the 
theoretical estimations of Schug,6 +30.4 Hz and —18.1 
Hz for benzene and carbon disulfide, respectively. 
Homer7 estimates values of + 35 Hz for benzene and —7 
Hz for carbon disulfide by measuring the shift difference 
between TMS in benzene and in CCl4 using an external 
standard, and then subtracting the van der Waals con­
tribution by using the theoretical dispersion shift equa­
tions of Howard, Linder, and Emerson.8 Furthermore, 
from the graph we conclude that acetonitrile has a 
small anisotropic shift of approximately —3 Hz. 

Inserting the right side of eq 6 into 7 we find that the 
slope is a function of van der Waals interaction terms, 
i.e. 

m 
(Tw(J ,/3) - (Tw(J ,Op 
(7w(i,/3) - (7„(i,a) 

(10) 

If the van der Waals interaction can be expressed as a 
product function of solute and solvent parameters 

<rJJ,P) = o-w(j)ffw(/3) 

then eq 10 becomes 

m = 
OwG) 

(Tw(O 

( H ) 

(12) 

Thus the slope of the curve is a simple ratio of solute 
dispersion factors. 

There is supporting evidence that the van der Waals 
term can be split into a product function. See, for ex­
ample, the work of Bothner-By.9 Also, on the basis of 
a binary collision model, Rummens, Raynes, and Bern­
stein10 derived the following theoretical formula for the 
van der Waals shift of nonpolar solutes in nonpolar sol­
vents. 

(6) J. C. Schug, J. Phys. Chem., 70, 1816 (1966). 
(7) J. Homer, Tetrahedron, 23, 4065 (1967). 
(8) B. B. Howard, B. Linder, and M. T. Emerson, J. Chem. Phys., 36, 

485 (1962). 
(9) A. A. Bothner-By, J. MoI. Spectrosc, 5, 52 (1960). 
(10) F. H. A. Rummens, W. T. Raynes, and H. J. Bernstein, J. Phys. 

Chem., 72, 2111 (1968). 

„ g - TrNBaJ2 H6Jy) _, 
TW = A 6

6 — — <V 
P W yi 

(13) 

Here AV is a scale factor, B is a bond parameter, a2 and 
h are the polarizability and ionization potential of the 
perturbing solvent, V2 is the molecular volume of the 
solvent molecule, H6 (y) is a function of y tabulated by 
Buckingham and Pople11 (y = 2 (t/kT)^'), e/k and r0 

are the force constants in the Lennard-Jones (6—12) po­
tential, N is Avogadro's number, and S6

g is a site factor 
to take into consideration the position of the hydrogens 
of interest in the solute molecule. If we make the fol­
lowing approximations, as suggested by Bernstein12 

r« = (iy,)1 ' ' 

y = (yiy*)1'' (14) 
HAy) = {[Hs(yi)][Hs(y2)]y/> 

where 1 refers to the solute and 2 refers to the solvent, 
eq 13 becomes 

TrNazIi 
1/21 v J . X 

solvent 

-B/HsiyJX UyOY 
j i 4 ) 

S6* (15) 
solute 

In this format we see that the van der Waals shift is a 
product of solute and solvent terms. 

We can test the collision theory of Bernstein and co­
workers10 by calculating the solute ratio of van der 
Waals terms as predicted by eq 15 and comparing this 
with the experimental slopes shown in Table III. It is 
interesting to note that although Bernstein's equation 
holds only for nonpolar solvents, points for polar and 
nonpolar solvents fall on the same lines as shown in 
Figure 1. The data used for this calculation were taken 
from the above paper. The radius of the solute mole­
cule was set equal to the Lennard-Jones radius. The 
results are as follows. 

J w ( ™ S J = 0.86 exptl, 0.90 predicted 
CTw(CH4) 

crw(neopentane) = Q g 3 ^ Q „ ^ ^ 
0"w(CH4) 

a w(CeHi2) 
(Tw(CH4) 

= 0.56 exptl, 0.70 predicted 

The agreement is surprisingly good and lends credence 
to the collision theory of Bernstein and coworkers10 as 
well as to the empirical procedure described in the pres­
ent paper. 

Referring to Figure 1, it is also possible to develop a 
relationship for the relative distances along the lines. 
First we define da as the distance along the line mea­
sured from the gas-phase point to the point of solvent a. 
Again considering only those solvents for which the 
anisotropy is negligible, and restricting the discussion 
to nonpolar solutes for which <rE = 0, we readily deduce 
that 

da <Tw(a) 

<Tw(/3) 
(16) 

(U) A. D. Buckingham and J. A. Pople, Trans. Faraday Soc, 51, 
1173 (1955). 

(12) H. J. Bernstein, private communication. 
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Table IV. Distance da along the Various Solute-Solute Curves 
Measured from the Gas-Phase Points" 

Solvent 

Acetone 
CH2Cl2 
CH3CN 
CDCl3 
CCl4 
DMSO 
CH3I 
C-jH.2Dr2 

CS2 
CHBr3 
CH2I2 
C5H10 

CeHi2 

TMS 

12.3 
24.5 
28.2 
29.1 
31.8 
33.9 
34.7 
37.4 
42.7 
44.1 
57.0 
19.7 
21.9 

-j-CH, 

12.8 
24.9 
29.3 
29.9 
32.6 
33.9 

43.0 

XX" 
12.1 
24.0 
28.6 
29.0 
31.4 
33.0 

41.5 

X ^ 
11.7 
23.3 
27.7 
28.1 
30.0 
31.9 

40.0 

CeHi2 

11.8 
24.6 
28.8 
29.5 
31.8 
33.4 

42.4 
38.0 
50.0 

" Values in Hz determined by distance formula between two 
points on a straight line. 

a ratio of van der Waals factors concerning the solvents. 
Measured values for various da's in units of Hz are pre­
sented in Table IV. We can again compare the colli­
sion model with the solvent ratios thus obtained. The 
results are 

ffw(CCl4) 

(Tw(C 6H12) 

= 0.62 exptl, 0.71 predicted 

= 0.69 exptl, 0.69 predicted 
(Tw(CCl4) 

Again the agreement is surprisingly good considering 
the crudeness of the Lennard-Jones potential and the 
fact that these molecules are not really spherical. 
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Abstract: The spectrum of liquid D2O has been observed over the range 1200-2000 nut by a differential method in 
which D2O at 25 ° is compared either with a salt solution at the same temperature or D2O at an elevated temperature. 
Four combination bands have been observed, which may be identified with the same ones occurring in the vapor 
phase, and are apparently due to nonbonded D2O. The band at 1893 nu: was used for quantitative studies, and 
solvation numbers have been calculated for several electrolytes. It appears that the ions are solvated to a greater 
extent than in H2O but that the relative order of solvation is similar. The strength of the deuterium bond, as mea­
sured from the temperature dependence of the band intensity, is about 11% less than that of the hydrogen bond. 
Osmotic and activity coefficients are reported for solutions of tetramethylammonium chloride in D2O, and a com­
parison of these data and those for alkali halides appearing in the literature seems to confirm the greater solvation 
of salts in D2O. 

The structure of water and of deuterium oxide is of 
considerable current interest. No bibliography 

of the literature on this subject will be attempted, but 
it may be noted that numerous experimental techniques 
have been used to measure the properties of the pure 
liquids and also a limited number of data are available 
for solutions of electrolytes and nonelectrolytes in the 
two solvents. A recent article by Holtzer and Emersonl 

points out some of the difficulties encountered in at­
tempting to establish the relative degree of structure in 
the two liquids from a consideration of their physical 
properties. More extensive data for solutions in D2O 
as a solvent appear to be needed for a comparison with 
those for H2O solutions which are available in the litera­
ture. 

Near-infrared spectra of water have been used in a 
recent paper2 to determine the effect of solutes and tem­
perature on its structure, and a logical extension of this 
work to the employment of these same techniques to 
D2O and its solutions would appear to be profitable. 

(1) A. Holtzer and M. F. Emerson, J. Phys. Chem., 73, 261 (1969). 
(2) O. D. Bonner and G. B. Woolsey, ibid., 72, 899 (1968). 

Experimental Section 
Spectral Data. All spectra were recorded using a Cary Model 

14M spectrophotometer. Corresponding bands of D2O, both in 
the liquid and vapor state, are less intense than those of H2O and 
it was necessary to use a special 0-0.2-m/* slide-wire in order to ob­
tain a tenfold increase in sensitivity. Spectra were recorded for 
both pure D2O and a saturated solution of LiCl in D2O over the 
range 1200-1650 m/i using a 0.5-cm cell. Differential spectra (D2O 
vs. various solutions) were recorded using the same techniques as 
previously reported2 and employing matched 10-cm cells. Matched 
cells of 2-mm path length were employed for the differential spectra 
in the 1650-2000-m,u range. It was found that the bands due to 
"monomeric" D2O which resulted from the differential measure­
ments were quite similar to those found in H2O but slightly broader. 

Isopiestic Data. The osmotic and activity coefficients of tetra­
methylammonium chloride were determined by isopiestic compari­
son of its solutions with those of lithium chloride which served as a 
standard. Values of these coefficients of lithium chloride are 
tabulated by Kerwin.3 

Results and Discussion 

A. Vibrational Bands. The positions of the funda­
mental vibrational bands of D2O vapor and their over-

(3) R. E. Kerwin, Ph.D. Dissertation, University of Pittsburgh, 1964. 
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